Ab initio and DFT calculations are used to examine complexes formed between H 2 CO and H 2 CS with 1, 2, and 3 molecules of SO 2 . The nature of the interactions is probed by a variety of means, including electrostatic potentials, NBO, AIM, energy decomposition, and electron density redistribution maps. The dimers are relatively strongly bound, with interaction energies exceeding 5 kcal/mol. The structures are cyclic, containing both a O/S···S chalcogen bond and a CH···O H-bond. Addition of a second SO 2 molecule leads to a variety of heterotrimer structures, most of which resemble the original dimer, where the second SO 2 molecule engages in a chalcogen bond with the first SO 2 , and a C···O attraction with the H 2 CX. Some cooperativity is apparent in the trimers and tetramers, with an attractive threebody interaction energy and shortened intermolecular distances.
INTRODUCTION
The interactions between molecules represent the linchpin of our understanding of condensed phases and other aggregation phenomena. These so-called noncovalent bonds are also an essential ingredient in the structure adopted by single molecules as they control the forces between segments that are not directly bonded to one another. For example, the structure and function of biomolecular proteins are in large part controlled by noncovalent forces between amino acid residues that are not immediately adjacent to one another along the polypeptide backbone.
Of the various sorts of noncovalent interactions, the hydrogen bond (HB) is arguably the most intensively studied over the years. [1] [2] [3] [4] The original formulation of HBs in which the proton donor and acceptor atoms are members of the very electronegative set of F, O, and N has gradually given way to a more generalized scheme which includes less electronegative atoms like Cl, S, and C. [5] [6] [7] [8] Further, the earlier ideas that the proton acceptor atom interacts with the bridging proton via its lone electron pair has been broadened to π and σ bonds, [9] [10] [11] [12] [13] and even to a hydridic H atom within the context of what have come to be known as dihydrogen bonds. 11, [14] [15] [16] [17] Another sort of noncovalent bond arises when a pair of electronegative atoms are drawn toward one another. What would otherwise be a repulsion between atoms which both contain at least a partial negative charge becomes attractive due to the anisotropic distribution of electron density. In the case of halogen bonds, the charge distribution around a halogen atom X involved in a Y-X bond is far from spherical. There is a belt of negative charge that girdles the Y-X bond, and surrounds a crown of positive charge along the extension of the Y-X bond. The latter positively charged region is attracted to the negative charge of a neighboring molecule, commonly to an O atom, to form an attractive intermolecular X···O halogen bond. [18] [19] [20] [21] [22] [23] Like HBs, the electrostatic attractions within these halogen bonds are supplemented by charge transfer from the lone pair(s) of the O atom into the σ* antibonding Y-X orbital, which tends to weaken and lengthen the latter Y-X bond. Attractive London (dispersion) forces further supplement the overall binding energy of these halogen bonds. This concept has been extended beyond halogen atoms to include other electronegative atoms, notably members of the chalcogen [24] [25] [26] [27] [28] [29] [30] and pnicogen [31] [32] [33] [34] [35] [36] [37] families, and there are very recent works that suggest that even the less electronegative C group of the periodic table can engage in very similar bonding interactions. 38, 39 Although a great deal has been learned about the latter types of noncovalent bonds, there are a number of important remaining questions. The simple H 2 CO molecule offers a number of opportunities for study of unusual noncovalent bonds. For one thing, each C-H can act as proton donor in a nonconventional HB to a proton acceptor. The O atom can serve as HB proton acceptor, but can also participate in a chalcogen bond. The mutation of H 2 CO to H 2 CS presents the possibility to examine how both of these functionalities are affected when O is changed to its third-row analogue. The SO 2 molecule is especially interesting in this respect.
Chalcogen bonds are in principle possible not only with the two terminal O atoms but also with the S in the center. The combination of SO 2 with H 2 CO thus provides a wealth of different possible interactions, i.e., CH···O and CH···S HBs, as well as S···O and O···O chalcogen bonds. In addition, the π systems of these molecules further widen the range of possibilities wherein charge can be transferred from π orbitals and into π* antibonds.
In addition to their intrinsic and fundamental interest, formaldehyde and sulfur dioxide fill roles in industrial and environmental chemistry. Formaldehyde is emitted to the troposphere from motor vehicles and industrial emissions. The properties of this molecule in the ground state using ab initio studies were reviewed by Bruna et al. 40 Besides, AlvarezIdaboy et al. and Zhao et al. explored the reaction between H 2 CO and the radical OH. 41, 42 Sulfur dioxide is the main cause of acid rain, due to its ability to form sulfur trioxide (SO 3 ), which in combination with water, leads to the formation of sulfuric acid. The reaction of carbonyl oxides with SO 2 is also relevant, [43] [44] [45] due to the possible contribution of this reaction to acid rain, which was experimentally studied in the 1980s by Calvert et al. 46 This work begins with the heterodimers combining SO 2 with both H 2 CO and H 2 CS. The entire potential energy surfaces are searched to identify all minima, and to analyze the nature of the bonding interactions which characterize each, as well as their strength. As in many such dimers, it is common to observe more than one noncovalent bond in any particular minimum-energy geometry. These arrangements permit an analysis of how each sort of bond affects the other. The ability of these sorts of noncovalent bonds to affect one another is further probed by adding a third (and fourth) molecule and analyzing the associated cooperative effects.
COMPUTATIONAL METHODS
The geometry and properties of the 1:1 and 2:1 SO 2 :H 2 CX (X = O, S) and also of the 3:1 SO 2 :H 2 CO complexes, have been studied through the use of the second-order Møller-Plesset perturbation theory (MP2) [47] [48] [49] [50] with the aug-cc-pVDZ basis set. 51 In all cases, vibrational frequencies were calculated in order to confirm that the structures correspond to true minima and to obtain the zero point vibrational energy (ZPE). All calculations were carried out with the GAUSSIAN09 program. 52 Interaction energies were computed as the difference in energy between the complex on one hand, and the sum of the energies of the monomers on the other, using the monomer geometries from the optimized complex. Interaction energies were corrected by the counterpoise procedure. 53 Single-point CCSD(T) 54 /aug-cc-pVTZ calculations were performed for the 1:1 complexes, using MP2/aug-cc-pVDZ geometries so as to obtain more accurate values. Also, binding energies were computed as the difference in energy between the complex on one hand, and the sum of the energies of the optimized monomers on the other, taking into account also the ZPE.
Atoms in Molecules (AIM) 55, 56 theory at MP2-level, and Natural Bond Orbital (NBO) 57 theory with the ωB97XD The DFT-SAPT interaction energy, E DFT-SAPT , is obtained as a sum of five terms (eq. 1): electrostatic (E ele ), exchange (E exc ), induction (E ind ), dispersion (E dis ) and higher-order contributions (δ HF ).
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RESULTS AND DISCUSSION The first section below presents the molecular electrostatic potentials of the monomers, which play an instrumental role in the geometries adopted by the complexes. The succeeding sections detail the results first for the 1:1 heterodimers, followed by the 2:1 SO 2 :H 2 CX (X = O, S) complexes, and then the 3:1 SO 2 :H 2 CO heterotetramers.
Monomers
Formaldehyde (H 2 CO), thioformaldehyde (H 2 CS) and sulfur dioxide (SO 2 ) monomers adopt C 2v optimized geometries. The Molecular Electrostatic Potential (MEP) of each molecule is illustrated in Fig. 1 , where red and blue regions correspond to negative and positive potentials, respectively. In the case of H 2 CO, the two classical O lone pairs merge into one negative cloud, while there is more separation between them in H 2 CS. The remainder of the surrounding region of each molecule is generally positive. The potential around the SO 2 molecule is also largely positive, but has a negative lobe on the perimeter of each O atom. In general, then, the potential of all three molecules can be characterized as generally positive, but with negative regions around oxygen atoms. The SO 2 molecule differs from the other two in that the positive region above and below the S atom extends further from the molecule.
The latter positive areas represent potential binding sites for interactions with negative potentials of partner molecules. The value of the SO 2 potential at its maximum on the van der Waals (vdW) surface of the molecule lies above the S atom and amounts to 32.9 kcal/mol, consistent with the idea of a π-hole. Turning next to the interaction energies (E int ), Table 1 Table 1 have very similar values with respect to the interaction energies, with differences less than 0.1 kcal/mol at the MP2 level. At the CCSD(T) level, these differences are still within 0.26 kcal/mol. E int is consistently more negative than is E b , as the energies of the monomers are lower in their optimized geometries, Table 2 reports the various thermodynamic quantities for the association reactions in the 1:1 SO 2 :H 2 CX (X = O, S) complexes at room temperature (298 K). In all cases ∆S° is negative as is typical of such association reactions where two entities are combined into one.
This negative quantity is sufficient to make ∆G° positive at 298 K despite the negative enthalpy change of this reaction. In fact, as ∆S° is less negative for the more weakly bound complexes B3 and B4 (i.e. less negative values of ∆H°), the latter two dimers have less positive values of ∆G° than do B1 and B2 at 298K. This observation illustrates that the energetic disadvantage of weakly bound complexes at low T can dissipate, and even reverse, as the temperature rises in certain circumstances.
The electrostatic potential maps of It is worth comparing the interactions within these heterodimers with those of the corresponding homodimers. The potential energy surface of (SO 2 ) 2 contains three minima at the MP2/aug-cc-pVDZ computational level. The most stable structure has been previously characterized experimentally in the literature (see Scheme 1). 69 Our computed interaction energy at the CCSD(T)/aug-cc-pVTZ//MP2/aug-cc-pVDZ computational level is -3.02 kcal/mol. Fig. S1 and 
NBO analysis offers useful insights into the fundamental nature of the intermolecular forces, dealing primarily with charge-transfer interactions between particular molecular orbitals. Table 3 interactions suggested by the Raines' group to help stabilize certain polypeptide structures. 72, 73 There are no E(2) values in structures B3 or B4 that reach the 0.5 kcal/mol threshold, so one might suppose that any CH···O bonds are rather weak, consistent with their lengths in excess of 2.7 Å. Indeed, one might consider the less stable structures in Fig. 2 to be primarily bound together by favorable Coulombic interactions between the MEPs of the two monomers (see Fig. 1 ).
Another useful window into the nature of the interaction arises from a decomposition of the total interaction energy into individual components. This partitioning was carried out via the DFT-SAPT methodology (PBE0/aug-cc-pVTZ), and the components are displayed in It is first clear that the largest attractive component is the electrostatic energy which is in absolute terms more than 9 kcal/mol for A1 and B1, followed by dispersion which is roughly half that amount. Somewhat smaller is δ HF which represents higher-order effects. Induction makes the smallest contribution to the attraction. All of these terms suffer a substantial reduction in the other complexes, B2-B4, consistent with their overall weaker nature. It might be worth noting, however, that in the latter three dimers, the dispersion energy is essentially equal to the electrostatic attraction.
As two molecules begin to interact with one another, they perturb one another's electron clouds. The shifts in total electron density that occur as a result of the formation of each complex are illustrated in Fig. 3 , where purple and yellow regions indicate respectively gains and losses of density, relative to the isolated monomers. A common value of ±0.001 au was used in diagrams for A1 and B1. The shifts in these two structures show very similar patterns.
The 
2:1 SO 2 :CH 2 X (X = O, S) Heterotrimers
The PES of 2:1 SO 2 :H 2 CX (X = O, S) mixed heterotrimers were searched following a dual strategy: i) inserting a second SO 2 molecule in various locations around the aforementioned 1:1 complexes; and ii) fresh starting points, with no prejudice toward the 1:1 structures. ii) A1h and A1i are also cyclic, and the second SO 2 is bound by S···O chalcogen bonds alone.
iii) A1f, A1g, A1j, A1k are all noncyclic, that is, linear, in that there are two end molecules that have no interaction with one another. The H 2 CO molecule is centrally disposed between two SO 2 units in A1f, A1g, and Aik, while it is a SO 2 molecule in the center of A1j. A1f and A1g are similar in that both are of C s symmetry and contain a pair of symmetrically equivalent S···O chalcogen bonds, and a pair of CH···O H-bonds; A1k forgoes one of the two S···O bonds.
The interaction energies and the pairwise energies derived from multi-body analysis of these heterotrimers are reported in Table 5 . As might be noted from the last column, group (i) A1a-A1e is most stable, all within 0.64 kcal/mol of one another, with A1a and A1b particularly close. Next in energy are two of the linear complexes, A1f and A1g, followed by group (ii) whose energies exceed that of the global minimum A1b by more than 1 kcal/mol.
Least stable of all are the two cyclic complexes A1j and A1k.
Examination of the pairwise interaction energies reveals some interesting patterns. First, with respect to group (i) A1a-A1e, there is one particularly large pairwise interaction of It might be noted that E 12 , the interaction energy between the first SO 2 molecule and H 2 CO in the 2:1 complexes tends to be slightly less negative than the same quantity within the A1 dimer (-6.01 kcal/mol). This small reduction is likely the consequence of the deviation of the intermolecular geometry in the trimer vis a vis the optimized dimer. More specifically, the R(S···O) distance in dimer A1 is 2.768 Å, and is shortened to the 2.669-2.690 Å range in A1a-A1e, where the cooperativity is positive, but lengthened to 2.816 and 2.827 Å in A1f and A1g, respectively, where negative cooperativity is apparent in Table 5 .
The pattern in R(H···O) for the CH···O H-bond is not as dramatic, undergoing only small changes upon trimerization.
In addition to structures A1a-A1k, two more minima were identified on the surface of this heterotrimer that could not be readily identified as simple additions to A1. Neither A2a nor A3a (see Fig. S3 and is not accurately reflected as a simple sum of the E(2) quantities.
A1c and A1d, on the other hand, suffer only a very small diminution of these quantities.
The value of O lp →π*(OS) E (2) Table 5 . This same quantity is considerably larger for A1j and A1k, rising to 10.07 kcal/mol for the latter. Note that ∆ 3 E is negative for both of these structures, consistent
with large values of E(2).
Fig . 5 gathers the structures of the S-analogue 2:1 SO 2 :H 2 CS heterotrimers that were located on the PES. These structures can all be considered as derivative of the B1 dimer in that they contain both S···S and CH···O attractions; those resembling B2, B3 and B4 were of much higher energy. The total interaction energies of these trimers are presented in the last column of Table 6 , along with a multi-body analysis. The pairwise values of E 12 in Table 6 are all fairly similar to the same quantity of -6.09 kcal/mol in the B1 dimer. Again, some of these geometries can be categorized as cyclic, and the remaining three B1e, B1f, and B1h as linear.
In the three lowest energy structures, the second SO 2 molecule engages in a C···O bond with H 2 CS according to AIM analysis, complemented by S···O bonds; the third SO 2 molecule is bound by three separate S···O bonds in B1d. It may be noted that these four minima all exhibit relatively high degrees of cooperativity, viz. negative values of ∆ 3 E in Table 6 . Linear trimers B1e and B1f are quite similar to one another, with a pair of CH···O H-bonds, combined with a pair of S···S chalcogen bonds. As the central molecule must fulfill the role of double proton donor as well as double S···S electron acceptor, it is not surprising to note positive ∆ 3 E quantities in Table 6 . Such negative cooperativity is also in evidence in B1g, probably due to the fact that the central SO 2 molecule is engaged as multiple electron donor in a pair of S···O bonds.
Another measure of cooperativity emerges from comparisons of intermolecular distances.
The R(S···S) distance in B1 is 3.198 Å, and the CH···O bond distance is 2.248 Å. The former distance contracts to less than the overall 3.067 Å in trimers B1a-B1d, and the H-bond is also shortened. In contrast, R(S···S) is elongated to 3.263 and 3.267 Å in linear trimers B1e and B1f, respectively. In addition to those structures in Fig. 5 that are derived from B1, two other minima were located. B5a and B5b, lie 2.12 and 3.03 kcal/mol, respectively, above the global minimum B1a (see Fig. S5 and Table S4 
SUMMARY AND CONCLUSIONS
